The reaction chosen for the determination was the decomposition of nitrogen iodide in dilute hydriodic acid according to the equation (with excess hydriodic acid present) 2NH 3. N I3 + 5HI = 2NH4I + 3HI3.
This reaction has the advantage that it is unnecessary to prepare the nitrogen iodide in the dry state, a difficulty met with in the method involving the detonation of the substance in some form of bomb calorimeter, quite apart from the complexity of the reaction products in th at case. The reaction with hydriodic acid proceeds rapidly, and appears to be quantitative (Chattaway and Orton 1899). A difficulty was encountered when analyses were made of the final products, as it was found th at the amount of ammonia obtained was greater than th at corresponding to the composition NH 3.N I3. Since the excess varied quite considerably from sample to sample, it was considered to be adsorbed or loosely combined ammonia, such as is frequently met with in compounds containing ammonia. The existence of higher ammines of N I3 lends support to this view.
To overcome the difficulty introduced by this excess of which the state of combination and heat content were unknown, and which it was not considered correct to treat as free ammonia, advantage was taken of the fact th at the proportion of excess ammonia could be varied quite con siderably. The experiments were considered in pairs, the effect of the excess ammonia being eliminated between them.
E x perim ental
The nitrogen iodide was freshly prepared before each experiment by the method already described (Garner and Latchem 1936) , being washed with n /100 ammonia and filtered. About 0-5 g. was transferred wet to a thin walled bulb at the end of a tube fitted with a ground joint and glass hooks for attachment to a joint supported in the lid of the calorimeter. The bulb could be pierced by a glass rod when required. [ 425 ] The calorimeter (see figure 1) consisted of a large Dewar vessel (20 x 7-5 cm.) closed with a bung through which passed a Beckmann thermometer, a glass screw stirrer, the support for the tube containing the substance, and a tube for the insertion of a pipette. The stirrer was driven by a small electric motor through bevel gearing to give constant speed. It was found necessary to use rather violent stirring in order to prevent the heavy nitrogen iodide (density 3-5) from settling to the bottom of the calorimeter, so th at the rate of temperature rise due to the stirring was greater than ordinarily used. On account of this, the addition of heat due to the stirring considerably exceeded th a t lost by other means so th at very accurate control of the surrounding temperature was not attempted. The calorimeter was merely immersed in a bath at about 19° C.
About 330 ml. 0-092 isr hydriodic acid obtained by dilution of a fresh sample of B.D.H. " A nalar" hydriodic acid (constant boiling) was placed in the calorimeter, adjusted to 18° C and allowed to come to equilibrium with the calorimeter. A 25-0 ml. sample was withdrawn and titrated for iodine with n/100 thiosulphate. Stirring was commenced and temperature readings taken every minute for 10 min. (see figure 26 ). The bulb containing the nitrogen iodide was then broken and readings continued for a further 10 min. At the end of th a t time the iodine was titrated with n/5 thiosulphate, and the ammonia in solu tion determined by distillation with 20 % NaOH into sulphuric acid, and titration of the excess sulphuric acid with carbonate-free NaOH. The weight of solution taken was determined by weighing the calorimeter and contents.
In order to determine the water equivalent of the calorimeter under conditions as nearly comparable as possible with those of the experiment, the heat of solution of potassium iodide crystals in water was used, taking the value for the heat of solution at 18° C, -5-11 kcal. (Landolt-Bornstein 1923) (see figure 2 a). Heat capacity data for potassium iodide solutions were available (  International Critical Tables 1929 a) . The mean of a num of determinations when reduced to a common basis for the weight of the Pyrex bulb, was 27-1 g., with a maximum variation from the mean of 1-3 g.
Blank experiments were made to show that there was no detectable heat effect due to the breaking of the glass bulb and that the oxidation of hydriodic acid during the period of an experiment was negligible.
The heat of formation of nitrogen iodide
The type of temperature/time curves obtained is shown in figure 2 . The extrapolation to time of mixing is a straight line, due to the relatively high input of heat through stirring.
From the iodine titre minus a small correction for iodine unavoidably present in the hydriodic acid solution, the amount of nitrogen iodide (NH3.NI3) used was determined (6 ml. n -thiosulphate = 1 millimol NH3.NI3). The difference between the ammonia actually found and that expected from the amount of nitrogen iodide (1 millimol gives 2 millimols of ammonia) was taken as adsorbed ammonia. It will be seen that the ratio of the nitrogen iodide to the excess ammonia varies quite considerably (table 1) .
For the calculation of the heat produced during the reaction, the heat capacity of 0-092n H I was determined by interpolation between the h e a t capacities of pure water and a 6-7 % solution of hydriodic acid ( =0-9213 cal. over a range 16-20° C) ( International Critical Ta interpolation appears to be justifiable judging by the data of Randall and Ramage for hydrochloric acid (1927) . Since the interpolated point is close to th at for pure water, the error is probably small. Owing to th e large excess of hydriodic acid, it can be shown th at practically all of th e iodine is present in the form of I 3 ions, and since the concentration of this was small, the solution was treated as HI. The same applies to the ammonium iodide present.
The results of the experiments are given in table 1. These results were treated as follows. From each experiment an equation can be obtained, Ax + By = C, where A = no. of millimols of NH3. N I3, B -no. of miliimols of excess ammonia, x = heat produced by reaction of 1 millimol of N H ,.N Io with 0-092n HI, y = heat produced by reaction of 1 millimol excess NH3 with O092n HI. These equations may be taken in pairs and solved for x and y. Obviously equations in which the ratio A/B differs as much as possible will be likely to give the most accurate values of x and y. Certain pairs give very uncer tain values of x and y because their ratios were too close, and these pairs were therefore not considered any further. In table 2 are given (a) in the top right-hand section the values of x obtained from the best pairs, (6) in the bottom left-hand section, the corresponding values of y. The mean value of a; is 58-7 cal. and of y, 6-0 cal. The final value for x was obtained by substituting the mean value for y in all the equations, and taking the mean. The values obtained are all quite consistent apart from experiment 16, which is rejected for experimental reasons.
T able 3
Exp.
x (cal.) Exp. The mean value (excluding experiment 16) is 58-0+ 1-3 cal. Since the number of experiments was quite large, it may be taken that this value is reasonably accurate. Therefore NH3N I3(s) + 8HI(aq.) = 2NH4I(aq.) + 3H I3(aq.). AH = -58-0 cal.
Calculation
of the heat of formation of nitrogen iodide. Tables (5th vol. ), which uses data given by Washburn and Strachan (1913) , AH --21-76 cal. This value appears to be in error. Their calculation is as follows:
(a) The heat of solution of iodine in water. 2[I] = I 2 aq. Washburn and Strachan calculate the mean value of AH over the range 25-60° from solubility data of Sammet (1905) , using the formula as -6-39 cal. Data for a range of temperatures between 0 and 55° C are given by Hartley and Campbell (1908) and there appears to be no reason for neglecting the lower temperature data, particularly as corresponding values are consistent with those of Sammet. I t is found th a t AH increases with temperature, e.g.
15-20°
18-25°
so that Washburn and Strachan's value is too high for use a t 25° C. At 18° C, the value has been taken as +4-8 cal.
2[I] = I 2 aq. AH = + 4-8 cal.
(ii) (b) I 2 aq. + 1' aq. = I3 aq. Washburn and Strachan using earlier data on equilibrium constants calculate AH = -3-8 cal. From the data of Jones and Kaplan (1928) , the mean value over the range 0-25° C is now calculated to be -4*33 cal. This agrees with the value for the range 15-25° C of 4-24 cal. calculated from data of Fedstieff (1910) and Jakowkin (1894; 1896) . The value at 18° C has been taken as -4-3 cal. 
D iscussion
The method cannot be considered to yield a very accurate value for the heat of formation of nitrogen iodide, but in view of the entire lack of data on the subject in question, the results obtained were considered of some interest. From the well-known explosive nature of nitrogen iodide, it would be expected th a t the substance itself would be highly endothermic. The heat of formation may be compared with th at of nitrogen trichloride, 53(?) cal. The combination of ammonia with nitrogen tri-iodide must liberate energy, so th at the heat of formation of nitrogen tri-iodide (if indeed it exists in the free state) must be of the same order as th at of nitrogen trichloride. There is some evidence that the heat of ammoniation of N I3 is 19 kcal., so th at the heat of formation of N I3 is -65 kcal., and the high value for such a simple molecule is in accord with its explosive character.
The value for y, 6-0 cal., gives the heat of neutralization of " excess" ammonia (NH*) by hydriodic acid: NH* + HI aq. = NH4I aq. AH = -6-0 cal. This ammonia is bound to the solid nitrogen iodide ammine and if it is assumed th at the " heat of solution" of the ammoniated nitrogen iodide does not differ appreciably from that of nitrogen iodide, the heat of ammoniation of nitrogen iodide ammine can be seen to be approximately 7 cal., since NH3 aq. + HI aq. = NH4I aq. AH --13-3 cal.
The only suggestion which has been made regarding the value of the heat of formation of nitrogen tri-iodide is that of Pauling (1932) , when he put forward a value for the energy of the N : I bond. This value was derived from the " additivity of covalencies " and from the electronegativity map deduced from it. The value of the map appears to be reduced con siderably by changes in the accepted values for the energies of certain bonds, and it is doubtful if the values predicted for such bonds as the N : I bond have any value now. According to this value, N I3 would have a very small heat of formation, which is hardly in accord with the explosive character of NH3.N I3, a substance of even lower energy.
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Summary
From measurements of the heat of reaction of nitrogen iodide with excess of aqueous hydriodic acid, it is shown that the heat of formation of nitrogen iodide from the elements is -35 k c a l./m o l.
